Exhibit C 




CHEMISTRY 

The Molecular Nature of Matter and Change 



S e co rid Edition 



Martin S. Silberberg 



Consultants 

Randy Duran 
University of Florida, Gainesville 

L. Peter Gold 
Pennsylvania State University 

Charles G, Haas (emeritus) 
Pennsylvania State University 

Robert: L. Loeschen 
California State University, Long Beach 

Arlan D. Norman 
University of Colorado, Boulder 




Boston Burr Ridge, IL Dubuque, 1A Madison, WI New York San Fransisco St, Louis 
Bangkok Bogota Caracas Lisbon London Madrid 
Mexico City Milan New Delhi Seoul Singapore Sydney Taipei Toronto 



McGraw-Hill Higher Education 

A Division of The McGraw-Hill Companies 
CHEMISTRY: THE MOLECULAR NATURE OF MATTER AND CHANGE, SECOND EDITION 

Copyright © 2000, 1996 by The McGraw-Hill Companies, Inc. All rights reserved. Primed in the United States of 
America. Except as permitted under the United States Copyright Act of 1976, no part of this publication may be 
reproduced or distributed in any form or by any means, or stored in a data base or retrieval system, vvithotit the prior 
written permission of the publisher. 

This book is printed on add -free paper. 

1 2 3 4 5 6 7 8 9 0 VNH/VNH 0 9 B 7 6 5 4 3 2 1 0 

ISBN 0-697-39597-9 

Vice president and editorial director: Kevin 1 Kane 

Publisher: James M, Smith 

Sponsoring editor: Kent A. Peterson 

Developmental editor: Margaret B. Horn 

Marketing manager: Martin J. Lan$e 

Senior project manager: Jayne Klein 

Senior production supervisor: Sandra Halm 

Design manager: Stuart D. Paterson 

Senior photo research coordinator: lori Hancock 

Supplement coordinator: Stacy A. Patch 

Composition and additional project management: GTS Graphics, Inc. 
Typeface : 1 0/12 Meridien 
Printer: Von Hoffmann Press, Im 

Cover design: Stuart D. Paterson 

Cover image: Ik derko/ Goodman Studios 

Page layout/special features designer: Ruth Melnick 

Illustrations: ArtScribe, Inc. and Federko/Goodman Studios 

Photo research: Feldman arid Associates 

COVER IMAGE: On the molecular level, molecules of methane and oxygen react near the Lip of a laboratory 
burner to form molecules of carbon dioxide and water. As in all chemical change, the number of each type of 
atom is the same before and after the change: one carbon dioxide and two waters form for every one methane 
and two oxygens that react. 

The credits section for this book begins on page C-l and is considered 
an extension of the copyright page. 

Library of Congress Cataloging-iii-PuMi cation Data 

Silberberg, Martin s. 

Chemistry : the molecular nature of matter and change / Martin S. 
Silberberg. — 2" d ed. 
p. cm. 
Includes index. 
ISBN 0-697-39597-9 
1. Chemistry. I Tide. 
QD33.S57G 2000 

540— dc21 98-4528 

CIP 

INTERNATIONAL EDITION ISBN 0-07-1 1 6832-X 

Copyright © 2000. Exclusive rights by The McGraw-Hill Companies, Inc. for manufacture and export. This book 
cannol he re-exported from the country to which it is consigned by McGraw-Hill. 
The International Edition is not available in North America. 



www.mhhc.com 



764 



Chapter 18 Acid-Base Equilibria 



13.2 Autoionteatiosi of Water and the pH Scale ;| 

Before we discuss the next major definition of acid-base behavior, lei's « 
ine a crucial properly of water that enables us to quantify [H 3 0 + ] iiijf 
aqueous system: water is an extremely weak electrolyte, The electrical condA 
ity of tap water is due almost entirely to dissolved ions, but even wat|| 
has been distilled and deionized repeatedly exhibits a tiny conductaricgj 
reason is that water itself dissociates into ions very slightly in an equililff 
process known as autoionization (or self conization): 






H,0(/) 



H 2 0(/} 



OH (at/) 



The Equilibrium Nature of Autoionization; The Ion-Product 
Constant for Water, K w 

Like any equilibrium system, the autoionization of water is described |jj 
titativety by an equilibrium constant: 

[H 3 0 + ][OH-] 



[H 2 0] 2 



Since the concentration of H 2 0 is essentially constant here, we simplify j| 
equilibrium expression by including the constant [H 2 0] 2 term with the# 
of K c to obtain a new equilibrium constant, the ion-product constant 
water, K w : 

K C [B 2 Q] 2 - K w - [H 3 0 + ][OH"] - 1.0X10" 14 (at 25»C) 
Notice that one H 3 O v ion and one OH~ ion appear for each H 2 0 molecule ih4 
sociates. Therefore, in pure water, we find that | 
[H 3 0 + ] - 10H~| - Vl. OX 10" 14 - 1.0X10™ 7 M (at 25*C) 

1000 g/L; 



Pure water has a concentration of about 55.5 M ^that is, i8 ()2 g/rnotf 

these equilibrium concentrations are attained when only one in 555 m 
water molecules dissociates reversibly into ions! . . 

Autoionization of water has two major consequences for aqueous M 
base chemistry: 

1. A change in [H 3 0*] causes an inverse change in [OH /, and vice versa:: 
higher [H 3 0 + j => lower |OH"l and higher [OH"] lower |H# 

Recall from our discussion of Le Chatdier's principle that a change in 
centration of either ion shifts the equilibrium position, but it does rtot M 
the equilibrium constant- Therefore, if some acid is added, [H 3 0 + ] inti? 
so [OH""] must decrease; if some base is added, [OH ] increases, so \U 
must decrease. However, these additions of H 3 0 + or OH merely lend t| 
formation of H 2 Q, so the value of 7C W is maintained. 

2. Both ions are present in all aqueous systems. Thus, all acidic solution*! 
tain a low concentration of OH~ ions, and all basic solutions contain;* 
concentration of H 3 0 + ions. The equilibrium nature of autoionization a| 
us to define "acidic" and "basic" solutions in terms of relative magnitU^ 
[H 3 0 + ] and [OH"]: 

In an acidic solution, [H 3 G h ] > [OH - ] 
In a basic solution, 1H 3 0 + ] < (OH"] 
In a neutral solution, [H 3 0 + ] = [OH~] 



It Autoionrcation of Water and the pH Scale 
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peover, if you know the value of JC W at a particular temperature and the 
Ihcentration of one of these ions, you can easily calculate the concentra- 
of the other ion: 

fH 3 0 + ] - T^=br ■ or [OH-]=- K - 



[OH" 



[H 3 O j 



Problem 18.2 



Calculating [H 3 0 + ] and [QH~ 
Solutions 



in Aqueous 



, JjpmMto A research chemist adds a measured amount of HCl gas to pure water at 
p€ and obtains a solution with [H 3 0 + ] = 3DX10" 4 M. Calculate [OH"]. Is the 
IJutiyn neutral, acidic, or basic? 

M We use the known value of K w at 25 Q C (LOXHT 14 ) and the given [H 5 0 + ] 
polve for [OH"]. Then we compare [H 3 0+] with [OH"] to determine whether 
& solution is acidic basic, or neutral. This calculation is very common, so a simple 
ifeimap is shown. 
|tvTtON Calculating [OH - ]: 

[oin = . - 3,3XlO"" n .M 

1 1 [H 3 0 + ] 3.0XI0"" 4 

Jfice |H 3 0 + ] > [OH"], the solution is acidic, 
pcK It makes sense that adding an acid to water results in an acidic solution. 
Ireover, since [H 3 0 + ] is greater than 10~ 7 M t [OH"] must be less than 10" 7 M 
give a constant K w . 

pl&^-up Problem 18*2 Calculate [H 3 0 + ] in a solution at 25°C whose 
|jT] = 6.7X10 1 Af. Is the solution neutral, acidic, or basic? 



xpressins the Hydronium ion Concentration: The pM Seal© 

pqueous solutions, [H 3 0 + ] can vary over an enormous range: from about 
|mio 1G~ 15 M. To handle numbers with negative exponents more conven- 
Illy in calculations, we convert them to positive numbers using a numer- 
a system called a p -scale f the negative of the common (base- 10) logarithm 
the number. # Applying this numerical system to [H 3 0 + ] gives pH, the 
|gative logarithm of [H + ] (or [H 3 0 + ]): 

pH - -log [K 3 0 + ] (183) 
feat is the pH of 1G~ 12 M H 3 0 { ' solution? 

pH - -log [H 3 0+] = -log \(r 12 = ( — !)( — 12) - 12 
piiiariy, a 10" 3 M H 3 0 + solution has a pH of 3, and a 5,4X1 (T 4 M solu- 
|n has a pH of 3.27: 

pH - -log [H 3 0 + ] = <-l)(log 5.4 + log 10" 4 ) - 3.27 
As with any measurement, the number of significant figures in the pH 
peas the precision with which the concentration is known. However, since 
|s a logarithm, recall that the number of significant figures in the concen- 
ltk>n equals the number of digits to the right of the decimal point (see Appen- 
I A). In this case, 5.4X1CT 4 M has two significant figures, so its negative 
|arithm, 3,27, has two digits to the right of the decimal point, 
ffjote in particular that the higher the pH, the lower the [H 3 Q + ]. Therefore, an 
$dic solution has a tower pH (higher [H 3 0 + ]) than a basic solution. At 25 6 C in 
Ire water, [H 3 0 + ] is 1.0X10" 7 Af, so 

pH of a neutral solution = 7.00 
pH of an acidic solution < 7.00 
pH ol a basic solution > 7.00 





Logarithmic Scales In 
Sound and Seismology 

The p-scale is not the only loga- 
rithmic scale used in scientific 
measurements. The decibel scale 
measures the power of an acoustic 
signal, and the Kichter scale mea- 
sures the energy of ground move- 
ment. Urban planners study noise 
"pollution" by measuring decibel 
levels in different city locations at 
various times of the day. Seismolo- 
gists record ground movement at 
stations around the world and try 
to predict the onset of earthquakes 
(see photo). 
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Figure 18.5 The pH values of 
some familiar aqueous solutions, 



Figure 18.5 shows that: the pH of some familiar aqueous solutions falls wt 
a range of 0 to 14. 

Another important point arises when we compare [H 3 0 + ] in diffef 
solutions. Because the pH scale is logarithmic a solution of pH 1.0 ha| 
[H 3 0" f j that is 10 limes higher than that of a pH 2.0 solution, 100 ff 
higher than that of a pH 3.0 solution, and so forth. To find the IH 3 0 + ] tr 
the pH, you perform the opposite arithmetic process; that is, you find: 
negative antilog of pH: 

[H,0 ] - 10" pH 

A p-sca)e is used to express other quantities as well: 
* Hydroxide ion concentration can be expressed as pOH: 

pOH = "log fOH"| 
Acidic solutions have a higher pOH (lower [OH"}) than basic solutions. 
■ Equilibrium constants can he expressed as pK: 

pK *= -log K 

A low pK corresponds to a high K. A reaction that reaches equilibrium ¥. 
mostly products (proceeds far to the right) has a low \\K (high K), w\vm 
one that has mostly reactanis ai equilibrium has a high pK (low K). Ta ; 
18.3 shows this relationship for some weak acids. 



Tabic .183 The Relationship Between K B and pK a 



Lemon juice 


Acid Name (Formula) 


K a at 25°C 


pK 3 


(2.2-2.4) 


Hydrogen sulfate ion (HS0 4 ~) 


1.02X10" 2 


1.991 


Stomach acid 


Nitrous acid (HN0 2 ) 


7.1X10 1 


3.15 


(1,0-3.0) 


Acetic acid (CH 3 COOH) 


L8X10" 5 


4.74 




Hypobromous add (HBrO) 




8.64 


1 MHCI(O.O) 


Phenol (C 6 H s 0H) 


i.oxio 10 


ID. 00 



The Relations Among pH, pOH, and pK w Taking the negative log oim 
sides of the K w expression gives a very useful relationship among p/^. v , ^ 
and pOH: 

K w - [H 3 0 + j[OH"l = I.OXIO" 14 (at 25°C) 
-log A' w - (- log [H,0 + |) + (-log [OH-1) - -log (l.OXKr 14 ) 

pK, v - pH + pOH - 14.00 (at 25°C) (% 
Thus, the sum of pH and pOH is 14.00 in any aqueous solution at 25°C. Si| 
pH # pOH, [H 3 0 ' h and fOH"] are interrelated through K w , knowing any ; : 
of the values allows us to determine the others (Figure 18.6). 



ilB ; PmbIe»,18.3 Calculating [H 3 0 + ], pH, [OH"], and pOH 

Problem In an art restoration project, a conservator prepares copper-plate euluigf 
solutions by diluting concentrated HNO, to 2.0 M r 0.30 M, and 0.0063 M HNO^ 
Calculate [H 3 0 + ], pH # [OH"], and pOH of the three solutions at 25°C. 
Plan We know from its formula that HNO^ is a strong acid, so it dissociates aflV 
pletely in water; thus, [H 3 0 + J = [HNO,l inil . We use the given concentrations ano: 
ihe value of K w to calculate [OH"] and then use these concentrations to calculi t 
pH and pOH. 
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fH 3 0+) 




Figure The relations 

among tHs^r pH, [OH~], and 

pOH. Because is constant, [H 3 0 + ] 
and [OH"] are interdependent, and 
change in opposite directions as the 
acidity or basicity of the aqueous solu- 
tion increases. The pH and pOH are 
interdependent in the same way. Note 
that at 25°C t the product of [H 3 0 ' ] and 
{OH ] is 1.0X10 -14 , and the sum of pH 
and pOH is 14.00- 



1UTION Calculating the values for 2.0 M HN0 3 : 
!H :i O ] » 2.0. Af 

pH - "log [H 3 0 + ] = -log 2.0 = -0,30 
K v l.OXlO^ 4 



I OH"] - 



2.0 



- S ,0X1.0" 13 M 



pOH - "log (5.0X1O"' 5 ) = 14:30 
%ulating the values for 0.30 M HN0 3 : 
[H 3 0 + 1 - 030 . M 

pH - -log [H 3 0 + ] = -log 0.30 = 0.52 

A' LGXUr 14 



[OH~ | = 



- 33X10" U .M 



[H 3 0 + 1 030 
pOH - -log (33X10" 14 ) - .13:48 
filiating the values for 0.0063 M HNQ 3 : 
|H*0 + ] - 63X1.0 " ? M 

pH = -log [H,0 + ] = -log (63X10- v ) - 2.20 



[OH" 



L0X1 °" 14 * 1.6X10 12 M 



[H 3 O f ] 63X10" 3 
pOH - -log (1.6X10- i2 ) - .11.80 
%CK As the solution becomes more dilute, [K 3 0 + ] decreases, so pH increases, as 
f. expect. Since an [H,0 + ] greater than 1.0 M, as in 2.0 M HN0 3 , gives a positive 
l ii results in a negative pH. The arithmetic seems correct because pH + pOH - 
fOO in each case. 

tVifisEMT On most calculators, finding the pH requires several keystrokes. Tor 
-triple, to find (he pH of 63X10"' M HN0 3 solution, you enter "63, EXP; 3, 
\ log, +/-'. 

%W*up Problem 18.3 A solution of NaOH has a pH of 9.52. What is its 
H, [H,0 ! ], and [OH"] at 25°C? 
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Measuring pH In the laboratory, pH values are usually obtained vviih 
acid-base indicator or, more precisely, with an instrument called a pH met 
Acid-base indicators are organic molecules whose colors depend ori'v 
acidity or basicity of the solution in which they are dissolved. The pH of 
solution is estimated quickly with pH paper: a paper strip impregnated \vi; 
one or a mixture of indicators. A drop of test solution is placed on the pip 
strip, and the color of the strip is compared with a color chart, as shown:; 
Figure 18.7A, 

The pH meter measures [H 3 0 + ] by means of two electrodes immerseijjj. 
the test solution. One electrode provides a stable reference voltage; the uilti 
has an extremely thin, conducting, glass membrane that separates a knot* 
internal [H 3 0 + ] from the unknown external [H^O*]. The difference f 
[H 3 0 + ] creates a voltage difference across the membrane, which is measii? 
and displayed in pH units (Figure 18.7B). 




Figure 18.7 Methods for mea- 
suring the pH of an aquoous solu- 
tion. A, A few drops of the solution are 
placed on a strip of pH paper, and the 
color is compared with the color chart, 
B, The electrodes of a pH meter im- 
mersed in the test solution measure 
[H 3 0 ']. (Jn this equipment, two elec- 
trodes are housed in one probe.) 



Pure water has a low conductivity because it autoionizes to a small extef 
This process is described by an equilibrium reaction whose equilibrium oM. 
stan! is the ion-product constant for water, K w (L0X10 -14 at 25°C). Th J 
[H 3 0 + ] and [OH""] are inversely related. In acidic solution, |H 3 0 + ] is miC 
than [OH ], the reverse is true in basic solution, and the two are equai-lf 
neutral solution. To express small [H 3 0 + ] values more simply, we use the jf 
scale (pH - -log [H s O + ]). A high pH represents a low [H 3 0 + ]. Similif 
pOH = -log [OUT], and pK = -log K. In acidic solutions, pH < 7.00; ^ 
basic solutions, pH > 7.00; and in neutral solutions, pH = 7.00. The suml,, 
pH and pOH equals pK w (14,00 at 25°C). 

18.3 Proton Transfer and the Brensted-Lowry 
Aeid»Ba&e Definition 

Earlier we noted a major shortcoming of the classical (Arrhenius) definite 
many substances that yield OH" ions when they dissolve in water do u! 
contain OH in their formulas. Examples include ammonia, the amines, iiS. 
many salts of weak acids, such as NaE Another limitation of the Arrheriill 
definition was that water had to be the solvent for acid-base reactions. In tn| 
early 20 th century, J. N. Bronsted and T. M. Lowry suggested definitions ttif 
remove these limitations. (Recall that we discussed their ideas briefly in Se| 
tton 4.2.) According to the Brans ted -Lowry acid -base definition, 
■ An acid is a proton donor, any species that donates an H + km. An acid rrr 
contain H in its formula; HN0 3 and H 2 P0 4 ~ are two of many exampi 
All Arrhenius acids are Bronsted-Lowry acids. 
♦ A base is a proton acceptor, any species that accepts an H + km. A base ur;,. 
contain a lone pair of electrons to bind the H f ion; a few examples a| 
NH 3 , C0 3 2 " F", as well as OH", Bronsted-Lowry bases are not Arrhenf 
bases, but all Arrhenius bases contain the Bronsted- Lowry base OH". | 
From the Bronsted-lowry perspective, the only requirement for an aenfi 
base reaction is that one species donate a proton and another species accept it; 
acid-base reaction is a proton transfer process. Acid-base reactions can otcig 
between gases, in nonaqueous solutions, and in heterogeneous mixtures,, if 
well as in aqueous solutions. 

An acid and a base always work together in the transfer of a proton. (| 
other words, one species behaves as an acid only if another species simidf 
neously behaves as a base, and vice versa. Even when an acid or a base meref 5 
dissolves in water, an acid-base reaction occurs because water acts as ttf 
other partner. Consider two typical acidic and basic solutions: 



